
Chapter 7. Periodic Properties of the Elements  

(EXPLAINING the PT Trends) 

 

7.1 Development of the Periodic Table 

Read p. 258-259. 

 
 

The periodic table is the most significant tool that chemists use for organizing and recalling 
chemical facts. 

• Elements in the same column contain the same number of outer-shell electrons or 
VALENCE electrons.   

 
How do we organize the different elements in a meaningful way that will allow us to make 
predictions about undiscovered elements? 

• Arrange elements to reflect the trends in CHEMICAL & PHYSICAL PROPERTIES. 
• The periodic table arises from the periodic patterns in the electronic configurations of the 

elements.   
• Elements in the same column contain the same number of valence electrons.   
• The trends within a row or column form patterns that help us make predictions about 

chemical properties and reactivity. 
 
In the first attempt Mendeleev and Meyer (1869) arranged the elements in order of increasing 
atomic weight. 

• Certain elements were missing from this scheme.   
• For example, in 1871 Mendeleev noted that As properly belonged underneath P and not 

Si, which left a missing element underneath Si.  He predicted a number of properties for 
this element.  

• In 1886 Ge was discovered; the properties of Ge match Mendeleev’s  predictions well. 
 
 

In the modern periodic table of TODAY, elements are arranged in order of 
INCREASING ATOMIC NUMBER (1913 – Moseley), not mass number.   

Elements still grouped by chem./phy properties! 
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7.2 Effective Nuclear Charge 

Read p. 259-262. 

  

Learning Objective Essential Knowledge 

Unit 1.5  
 
SAP-1.A  Represent the electron 
configuration of an element or 
ions of an element using the 
Aufbau principle. 

SAP-1.A.1 The atom is composed of negatively charged 
electrons and a positively charged nucleus that is made of 
protons and neutrons.  
SAP-1.A.4  The relative energy required to remove an 
electron from different subshells of an atom or ion or from 
the  same subshell in different atoms or ions (ionization 
energy) can be estimated through a qualitative application of 
Coulomb’s law. This energy is related to the distance from 
the nucleus and the effective (shield) charge of the nucleus. 

 

 

Coulomb’s Law –  strength of the interaction between two electrical charges depends on the 
sign and magnitudes of the charges and on the distance between them. 

• The force of attraction between an electron and the nucleus depends on the magnitude 
of the net nuclear charge acting on the electron and on the average distance between 
the nucleus and the electron. 

• THE FORCE OF ATTRACTION INCREASES AS THE NUCLEAR CHARGE 
INCREASES AND DECREASES AS THE ELECTRON MOVES FARTHER 
FROM THE NUCLEUS. 

 

AP tip: Nuclear charge vs Effective nuclear charge are NOT the same. 

 
Effective nuclear charge (Zeff) is the charge experienced by an electron on a many-electron 

atom. 
• The effective nuclear charge is not the same as the charge on the nucleus (protons) 

because of the effect of the inner electrons. 

Nuclear charge is the charge of the nucleus.   

 
The inner electrons (core) partially screen outer electrons (valence) from the attraction of the 

nucleus, and the relationship between Zeff and the number of protons in the nucleus Z is 
Zeff = Z – S  

 

where S is a positive number called the screening constant. It represents the portion of the 

nuclear charge that is screened from a valence electron by the other electrons in the atom.  

Because core electrons are most effective at screening a valence electron from the nucleus, the 

value of S is usually close to the number of core electrons in an atom. 

 

 

 

 

 



 

Let’s look at the Na atom to see what to expect for the magnitude of Zeff.  

• Sodium has the electron configuration [Ne]3s1.  

• The nuclear charge is Z = 11 (protons) , and there are 10 core electrons (1s22s22p6). 

• We therefore expect S to equal 10 and the 3s electron to experience an effective nuclear 

charge of Zeff = 11 - 10 = +1 

 

Let’s examine trends in valence-electron Zeff values.  

• The effective nuclear charge increases from left to right across any period 

of the periodic table.  
• Although the number of core electrons stays the same across the period, the number of 

protons increases. 

• The valence electrons added to counterbalance the increasing nuclear charge screen one 

another not effectively. Thus, Zeff increases.  

• As the Zeff  increases from +1 to +8 when going left to right across a particular 

period, the protons are able to pull the valence electrons in tighter….and size of 

atom decreases. 

 

For example, the core electrons of lithium (1s22s1) screen the 2s valence electron from the +3 

nucleus fairly efficiently.  The valence electron experiences an effective nuclear charge of  

3 - 2 = +1 

For beryllium (1s22s2) the effective nuclear charge experienced by each valence electron is larger 

because here the 1s electrons screen a +4 nucleus, and each 2s electron only partially screens the 

other. The effective nuclear charge experienced by each 2s electron is about 4 - 2 = +2. 

 
 
As the distance from the nucleus increases, the number of screening electrons (S) increases 
and Zeff decreases. 
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A MESSAGE FROM AP CHEM COLLEGEBOARD: 

The AP® Chemistry test typically addresses periodic trends in the free response questions.  

Students are often given a statement such as “In terms of atomic structure, explain why the first 

ionization energy of selenium is less than that of bromine.”  Often these questions are not well 

answered because students simply state the trend, such as “ionization energy increases as you 

move left in a period,” and fail to address the forces at work that created the trend in the first 

place.  Your first order of business when teaching this unit is to emphasize that students must 

address the forces that create the trend and avoid the impulse to use the location on the table as 

an explanation of the observed property.  If needed, chant over and over again, “A trend is an 

observation, not an explanation!”  It is fine to state the trend in their answer, but they must also 

go further by explaining what causes the observed trend.  

  

In addition to discussing forces, train your students to mention BOTH of the atoms or ions in 

the question when stating their answer.  Addressing one and leaving the other implied does 

not usually earn the point for this type of question.    Almost all of the properties that are 

asked about in exam questions rely on the attraction between the outer electrons and the 

nucleus. Answers to these questions should always include a statement about how this attraction 

is affected. The concept shows that the force of attraction between two oppositely charged 

particles is directly proportional to the magnitude of the charges and inversely 

proportional to the distance between those charges (will also learn more of this in Ch 8).  

  

Justifying all of the trends on the periodic table can be simplified using these two 

generalizations:  

1) Use Zeff to justify trends across a period.  

2) Use increased distance (greater value of n) to justify trends down a group.   

 

Learning Objective Essential Knowledge 

Unit 1.7  
 
SAP-2.A  Explain the 
relationship between trends in 
atomic properties of elements and 
electronic structure and 
periodicity. 

SAP-2.A.1 The organization of the periodic table is based on 
the recurring properties of the elements and explained by the 
pattern of electron configurations and the presence of 
completely or partially filled shells (and subshells) of 
electrons in atoms. 
SAP-2.A.2 Trends in atomic properties within the periodic 
table (periodicity) can be qualitatively understood through 
the position of the element in the periodic table, Coulomb’s 
law, the shell model, and the concept of shielding/effective 
nuclear charge. These properties include: a. Ionization 
energy b. Atomic and ionic radii c. Electron affinity d. 
Electronegativity.  
SAP-2.A.3 The periodicity (in SAP-2.A.2) is useful to 
predict /estimate values of properties in the absence of data. 

Unit 1.8  
 
SAP-2.B Explain the relationship 
between trends in the reactivity 
of elements and periodicity. 

SAP-2.B.3 Typical charges of atoms in ionic compounds are 
governed by their location on the periodic table and the 
number of valence electrons.  
 



 

7.3 Sizes of Atoms and Ions (Size matters) 

Read p. 262-267. 

 

RADIUS is determined by the closest distances separating the 
nuclei during such collisions. 

• This radius is the NONBONDING RADIUS.   

 
Now consider a simple diatomic molecule. 

• The distance between the two nuclei is called the 
BONDING ATOMIC RADIUS.  

o It is shorter than the nonbonding radius. 
o If the two atoms that make up the molecule are 

the same, then half the bond distance is 
called the covalent radius of the atom. 

 

ATOMIC RADIUS - the distance between the nucleus and 

the outer edge of the electron cloud.   

• It is influenced by the nuclear pull and the number of 

energy levels.  
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Periodic Trends in Atomic Radii 

Atomic size varies consistently through the periodic table. 

There are two factors at work:  

  • the principal quantum number, n, and 

  • the effective nuclear charge, Zeff. 

 

As we move down a group, the bonding atomic radius INCREASES and 

atoms become LARGER. 
• As the number of OCCUPIED main energy levels increases going down a group, the size 

of the atoms increases.  

• This causes the valence electrons to be farther from the nucleus, which means they are 

not held as tightly in the larger atoms.  

• The inner shell electrons create a REPULSION of the valence electrons away from the 

nucleus. This weakens the pulling power of the positively-charged nucleus on the valence 

electrons in the outermost shell.  

 

 

As we move across a period, the bonding atomic radius DECREASES and 

atoms become SMALLER. 
• As we move across the periodic table, the number of core electrons remains constant, 

however, the nuclear charge (# of protons) increases.   
• Therefore, there is an increased attraction between the nucleus and the outermost 

electrons.  This attraction causes the atomic radius to decrease. 

 

Teach students that the effective nuclear charge, Zeff, increases the attraction 

of the nucleus and therefore pulls the electron cloud closer to the nucleus 

resulting in a smaller atomic radius. 

Teach students that the increased number of energy levels (n) increases the 

distance over which the nucleus must pull and therefore reduces the 

attraction for electrons.  

Teach students that full energy levels provide some shielding between the 

nucleus and valence electrons.  

 

1.  Arrange the following in order of increasing atomic radius: N, O, F (#25) 

 

 

2. Arrange the following in order of increasing atomic radius: K, Li, Cs (#25) 

 

 

3. Arrange the following in order of increasing atomic radius: O, Si, I, Ge (#23) 

Examples 



 

Periodic Trends in Ionic Radii 

Ionic radius is the distance from 

the nucleus to the outer edge of 

the electron cloud in a charged 

ion.   

• The same radii trends 

apply once you divide the 

table into the metal and 

non-metal sections.   

• Within the metal section 

the positive ionic radii 

decrease from left to 

right with only minor 

changes in the transition 

metals.   

• Once you get to the 

nonmetal section and the 

ions are now negative and 

larger they will again 

decrease in radii from 

left to right.   

• Ionic radii increase going 

down all columns because 

of the additional energy 

levels present (n).   

 

 
Ionic size is important: 
 • in predicting lattice energy. (crystals) 
 • in determining the way in which ions 

pack in a solid. 
 
Just as atomic size is periodic, ionic size is also periodic. 

In general: 
• CATIONS are SMALLER than their parent (neutral) atoms. 

o This is because they LOST electrons (VE) but maintain the same number of 
protons in the nucleus. 

o So, the nucleus pulls the remaining electrons in closer. 
o This will cause the effective nuclear charge to increase. 

  
  

• ANIONS are LARGER than their parent atoms. 
o This is because they GAIN electrons (VE) but maintain the same number of 

protons in the nucleus. 
o This means total electron-electron repulsion has increased and causes the radius to 

increase and the effective nuclear charge to decrease. 
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For ions with the same charge, ionic size increases down a group. 

• The principal quantum number (n) of the outermost occupied orbital of an ion increases, 

the radius of the ion increases. 

 

 

Teach students that positive metal ions result from the loss of valence 

electrons.  In many cases this means the farthest electrons are now in a 

smaller principal energy level (n) than the original neutral atom.  

Teach students to address the ratio of protons to electrons.  As 

electrons are lost the ratio of p+/e− increases and thus the electrons 

are held closer and with more strength. 

Don’t let students stop at saying that the positive ion is smaller because it 

lost electrons.  The mention of energy levels (n) is essential to earning 

the point on this type of question.  

 

4. Arrange the following in order of decreasing radius: Mg+2, Ca+2, Ca (p.265) 

 

 

 

5. True or False: (#27) 

 

(a) Li+ is smaller than Li 

 

 

 

 

(b) Cl -1 is bigger then I -1  

 

 

 

6. Explain the following: (#28) 

(a) Ca+2 > Mg +2 > Be +2  

 

 

 

(b) Fe > Fe +2 > Fe +3 

 

Examples 



 

ISOELECTRONIC SERIES is a group of ions all containing the same number of electrons, 

but have difference number of protons. 

 

For example, each ion in this isoelectronic series all have 10 electrons:                          
O2– > F– > Na+ > Mg2+ > Al3+                                       

 

• In any isoelectronic series, we can list the members in order of increasing atomic 

number (# of p+). 

o Therefore, nuclear charge increases as we move through the series.  

 

• Because the number of electrons remains constant, ionic radius decreases with 

increasing nuclear charge (p+) as the electrons are more strongly attracted to the 

nucleus: 

 

Increasing nuclear charge  

 

O2– > F– > Na+ > Mg2+ > Al3+ 

 

Decreasing ionic radius  

 

 

Notice Oxygen, the largest ion in this isoelectronic series, has the lowest atomic number, 8. 

Aluminum, the smallest of these ions, has the highest atomic number, 13. 

 

 

7. Arrange the following in order of decreasing size: K +1, Cl -1, Ca +2, S -2 (p.267) 

 

 

 

 

 

 

8. Which neutral atom is isoelectronic with each of the following ions: Ga 3+, Zr 4+, Mn 7+,   

I -1, Pb 2+? (#31) 

 

 

Examples 
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9. Base on the information below and periodic trends, what oxides would you expect to be 
formed by Rb? 

Element  Known Oxides 

H H2O, H2O2 

Li Li2O, Li2O2 

Na Na2O, Na2O2, NaO2 

K K2O,  K2O2,  KO2 

Rb ? 

 

 

 

10. Which of the following ions is isoelectronic with S
2-?

 

a. O
2-

 

b. K
1+

 

c. Na
1+

 

d. Mg
2+

 

 

 

 

 

 

 

 

 

 

 

 

 

Examples 



 

7.4 Ionization Energy 

Read p. 268-271. 

 

IONIZATION ENERGY (IE) is the exact quantity of energy that it takes to REMOVE a 

VALENCE e- from an GASEOUS atom/ion. 

• Ionization energy measures how difficult it is for atoms to LOSE electrons.  

• When enough energy is added to an atom, the valence e- can use that energy to pull away 

from the nucleus completely, leaving behind a positively charged ion.   

• A positive ion was created when an e- was lost, so there is now MORE pore protons than 

e-.  What happens to radius? 

 

 

Ionization energy is POSITIVE (in Joules) because it REQUIRES ENERGY to remove an 

electron. 

• It is always ENDOTHERMIC.   

 

For atoms with SMALLER ATOMIC RADIUS: 

• IE is HIGHER because it is more DIFFICULT to remove an electron. 

• NONMETALS have high IE because e- are closer to the nucleus and the atom radius is 

small making it harder to remove. 
 
 

For atoms with LARGER ATOMIC RADIUS: 

• IE is LOWER because it is EASIER to remove an electron. 

• METALS have low IE because they have large atomic sizes that allow e- to be removed 

easily and the pull on the e- is not very strong. 
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Each time an atom loses an e-, it requires more and more energy! 
• The first ionization energy, IE1, is the amount of energy required to remove an electron 

from a gaseous atom/ion: 

Na(g) → Na+(g) + e– IE1 = 496kJ 
 

• The second ionization energy, IE2, is the energy required to remove the second electron 
from a gaseous ion:  

Na+(g) → Na2+(g) + e–                        IE2 = 4562kJ 
 

Notice the huge jump in energy between IE1 and IE2. 
• The greater the ionization energy, the more difficult it is to remove an electron. 
• If there is a sharp increase in ionization energy, then that means a CORE electron is 

removed. 

        

 
 
 
 
 
 
 
 
 
 
 

 
 
 
 
 
 
 
 
 
 

IE1 < IE2 < IE3 
This trend exists because with each successive removal, an electron is being pulled away 

from an increasingly more positive ion, requiring increasingly MORE energy. 
 
 

• For example: Silicon has an electron configuration of 1s22s22p63s23p2. The ionization 

energies increase steadily from 786 kJ/mol to 4356 kJ/mol for the four electrons in the 3s and 

3p subshells.  

• Removal of the fifth electron, which comes from the 2p subshell, requires a great deal more 

energy: 16,091 kJ/mol. 

• The large increase occurs because the 2p electron is much more likely to be found close to 

the nucleus than are the four valence electrons (n = 3) and, therefore, the 2p electron 

experiences a much greater effective nuclear charge than do the 3s and 3p electrons. 



 

Periodic Trends in First Ionization Energies 

In general, smaller atoms have higher ionization energies.  

• The same factors that influence atomic size also influence ionization energies.  

• The energy needed to remove an electron from the outermost occupied shell depends on 

both the effective nuclear charge and the average distance of the electron from the 

nucleus.  

• Either increasing the effective nuclear charge (Zeff) or decreasing the distance from 

the nucleus increases the attraction between the electron and the nucleus. 

 
Ionization energy generally INCREASES across a period. 

As we move across a period, there is both an increase in effective nuclear charge (Zeff) and a 

decrease in atomic radius, causing the ionization energy to increase. 

• As the nuclear charge increases (number of protons), there is a greater attraction between 

the nucleus and the e- cloud.  

• As the distance of the valence e- from the nucleus (AR) decreases, the attraction between 

the nucleus & the e- cloud increases.  

• As this attraction increases, it becomes more difficult to remove the 

electron and, thus, the ionization energy increases.  
• The alkali metals show the lowest ionization energy in each period, and the noble gases 

show the highest.  

 

There are slight irregularities in this trend: (See next page PT for values) 

1. Removing the first p electron.  

• For example, the decrease in ionization energy from beryllium ([He]2s2) to boron 

([He]2s22p1), shown in Figure 7.9, occurs because the third valence electron of B 

must occupy the 2p subshell, which is empty for Be.  

• Recall that the 2p subshell is at a higher energy than the 2s subshell. 

• The s electrons are more effective at shielding than p electrons. So, forming the 

s2p0 configuration is more favorable. 
 

2. Removing the fourth p electron.  

• The decrease in ionization energy when moving from nitrogen ([He]2s22p3) to 

oxygen ([He]2s22p4) is because of the repulsion of paired electrons in the p4 

configuration. 

• Remember that according to Hund’s rule, each electron in the p3 configuration 

resides in a different p orbital, which minimizes the electron–electron repulsion 

among the three 2p electrons. 

• When a second electron is paired up in a p orbital, the 

electron-electron repulsion increases.   

• When this electron is removed, the resulting s2p3 

configuration is more favorable than the starting s2p4 

configuration.  Therefore, there is a decrease in 

ionization energy. 
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Important…when explaining!!! 
The values for IE increase as successive electrons are removed. This can be 
explained as follows. With each successive removal, an electron is pulled away 
from an increasingly more positive ion. The greater the magnitude of the 
positive charge, the stronger the attractive force toward the electron that is 
being removed. 
 
The pattern for successive IE values is as follows. After all of the valence 
electrons have been removed from the neutral atom, there should be a large 
increase in the IE value. This large IE value occurs when an inner-shell 
electron is removed. This pattern makes it possible to identify the number of 
valence electrons in an atom based on the data for successive IE. (e.g., If the 
4th IE¬ value is very large, the atom has 3 valence electrons.) 
 

Teach students that the effective nuclear charge, Zeff, increases the 

attraction of the nucleus and therefore holds the electrons more 

tightly.  

Teach students the exceptions that occur between groups II and III and V 

and VI.  

               A drop in IE occurs between groups II and III because the p electrons 
do not penetrate the nuclear region as greatly as s electrons do and are 
therefore not as tightly held.  

               A drop in IE occurs between groups V and VI because the increased 

repulsion created by the first pairing of electrons outweighs the increase 

in Zeff and thus less energy is required to remove the electron.  



 

 

            1) Don’t let them state that p electrons are farther away 

from the nucleus.  

            2) Don’t let them state that the atoms in group V are more 

stable because they have a half filled sublevel.  This is 

wrong, wrong, wrong!  

 
 
 
Ionization energy generally DECREASES as you move down a group. 

As we move down a group, the atomic radius increases and becomes easier to remove the  
outermost electron from the most extended orbital since the electrons are farther from the  
nucleus. 

• Thus, the attraction between the nucleus and the electron decreases, causing the 

ionization energy to decrease. 

• The more energy levels, the farther the valence e- are to the nucleus & are less strongly 

attracted.  
  • Example:  for the noble gases, the ionization energies follow the order  He > Ne > Ar 

> Kr > Xe 
 

Teach students that the increased number of energy levels (n) 

increases the distance over which the nucleus must pull and 

therefore reduces the attraction for electrons.  

Teach students that full (occupied) energy levels provide some shielding 

between the nucleus and valence electrons.  

 

 

The s- and p-block elements show a larger range of IE1 values than do the 

transition metal elements. Generally, the ionization energies of the transition metals 

increase slowly from left to right in a period. The f-block metals also show only a small variation 

in the values of IE1. 
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1. Referring to your AP periodic table, arrange the atoms Ne, Na, P, Ar, K in order of 
increasing first ionization energy.   (p.270) 

 

 

 

 

2. Which has the lowest first ionization energy, B, Al, C, or Si? Which has the highest? 
(p.271) 

 

 

 

Electron Configurations of Ions 

CATIONS: When electrons are removed from an atom to form a cation, they are always 

removed first from the occupied orbitals having the highest principal quantum number, n. 
  Li:  [He]2s1 becomes Li+:  1s2 or [He]  
 
Beware of transition metals! 

When a transition metal loses electrons to become a cation, the s electrons are lost first, 

followed by the d electrons. 

 

When two electrons are removed from Fe, the 4s2 electrons are the ones removed: 
 
  Fe:  [Ar] 4s23d 6 becomes Fe+2:  [Ar]3d 6 
 
 
If an additional electron is removed, forming Fe+3 , it comes from a 3d orbital because all 

the orbitals with n = 4 are empty: 
  Fe:  [Ar] 4s23d 6 becomes Fe+3:  [Ar]3d 5 
 
 

It may seem odd that 4s electrons are removed before 3d electrons in forming 

transition-metal cations.  After all, in writing electron configurations, we added the 4s electrons 

before the 3d ones.  

• In writing electron configurations for atoms, however, we are going through an imaginary 

process in which we move through the periodic table from one element to another.  

• In doing so, we are adding both an electron to an orbital and a proton to the nucleus to 

change the identity of the element.  

• In ionization, we do not reverse this process because no protons are being removed. 

 

Examples 



 

 

If there is more than one occupied subshell for a given value of n, the electrons are first removed 

from the orbital with the highest value of l.  

For example, a tin atom loses its 5p electrons before it loses its 5s electrons: 
  Sn:  [Kr] 5s2 4d10 5p2 becomes Sn+2:  [Kr] 5s2 4d10  
 
  Sn:  [Kr] 5s2 4d10 5p2 becomes Sn+4:  [Kr] 4d10  
 

 

ANIONS: Electrons added to an atom to form an anion are added to the empty or partially 

filled orbital having the lowest value of n.  

For example, an electron added to a fluorine atom to form the ion goes into the one remaining 

vacancy in the 2p subshell: 
 
  F:  [He]2s22p5 becomes F -1:  [He]2s22p6 = [Ar] 
 
 
 
 
 

 

3. Write the ion electron configuration for the following: 

(a) Ca+2 

 

(b) Co+3  

 

(c) S -2  

 

(d)  Ga+3 

 

(e) Zr+3  

 

(f) Br -1 

Examples 
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Practice problem:  2015 AP Exam 
 

 The only common oxide of zinc has the formula ZnO 
 
(i) Write the electron configuration for a Zn atom in the ground state. 

 
 
 
 
 

(ii) From which sublevel are electrons removed when a Zn atom in the ground state is oxidized? 
 
 
 
 
 
 
 
What’s in a Photoelectron Spectrum (PES)? – LAB!!! 
Here is a sample PES spectrum 

 

 

 

The position of the peak in the PES Spectrum is along the x-axis.   

• It indicates the relative energy needed to remove a specific electron from an atom. 

• A greater binding energy = electrons are closer to the nucleus 

• When electrons are added to the atom, the peak shifts slightly to the left (see example of 

Hydrogen vs. Helium and Lithium vs Beryllium in AP You tube video) 

 

The height of the peak in the PES Spectrum corresponds to the relative number of electrons in 

that energy level and sublevel 

• When electrons are added to the atom, the height of the peak increases. 

 
 



 

To help explain, the position and height: AP CHEMISTRY 

PRACTICE 1.5-1.8 (~28min) 
WATCH THIS VIDEO BY SEAN BYRNE 

 
1. Draw the PES spectrums for H, He, Li, & Be 

 
 
 
 
 
 
 
 
 
 

 
 
 
 
 
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Examples 

https://www.youtube.com/watch?v=7SznP-VlQNM&list=PLoGgviqq4845Sy3UfnNh_PljzAptMR7MQ&index=3
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2. A. Write the complete electron configuration for the element represented by the PES 

below. 

B. Which element is represented by the photoelectron spectrum below? 

 
 
 
 
 
 
 
 
 

 
 
 
 
 
 
 
 
 
 
 
 

 

 

 

 

 

 

 

 

 

 

 

 



 

7.5 Electron Affinities 

Read p. 272-273. 

 
ELECTRON AFFINITY (EA) is the energy change when a gaseous atom gains an electron to 
form a gaseous negativity charged ion. 
 

• EA measures the attraction between the incoming e- and the nucleus. 

• The sign on the energy is negative. (There are some that are positive ... see note below) 

o This is because energy is usually released in this process, as opposed to 

ionization energy, which requires energy.  

• A MORE NEGATIVE electron affinity corresponds to a GREATER attraction for an 

electron. 

• The stronger the attraction for an e-, the more energy is released when it is gained. 
 
 
BEWARE! Electron affinity is NOT the opposite of ionization energy, but involves the 
addition of an electron to a gaseous atom or ion because some of the values for EA are positive. 

• EA values are mostly negative, which means it releases energy (exothermic) adding an e-
. 

• However, there are some elements that have positive values (endothermic) that require 
energy to add an e-. The ion form will be unstable and wont form. (See PT for values) 

 
It is important to understand the difference between ionization energy and electron affinity: 

Ionization energy measures the ease with which an atom loses an electron, whereas electron 

affinity measures the ease with which an atom gains an electron.  

 

Electron affinity:    Cl (g) + e–  → Cl–(g)  ∆ E = –349 kJ/mol 
    Ionization energy:  Cl (g)→ Cl+(g ) +  e–  ∆E = 1251 kJ/mol 
 

 
The greater the attraction between an atom and an added electron, the more negative 

the atom’s electron affinity.  

For some elements, such as the noble gases, the electron affinity has a positive value, meaning 

that the anion is higher in energy than are the separated atom and electron: 
 

    Ar (g) + e–  → Ar– (g)   ∆E > 0 
 
The fact that the electron affinity is positive means that an electron will NOT attach itself 

to an Ar atom; the ion is unstable and does not form. 
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The tendency of atoms to gain e- increases as we go from left to right across  

the periodic table. (excluding the Noble Gases)  

• Nuclear charge is largest for the elements on the right side of the periodic table, those 

atoms provide the greatest attraction for e- and have the greatest tendency to gain 

electrons.  

 

The tendency of atoms to gain e- increases as we go up the periodic table. 

• With the smaller atoms, the added valence e

-

 is closer to the nucleus, so the attractive 

force exerted by the nucleus is more powerful as the atom becomes smaller.  
• Electron affinities do not change greatly as we move down in a group. (See values)   

 

The factors which affect this attraction are nuclear charge and number of energy levels. 

• Metals have low electron affinities 

• Nonmetals have high electron affinities.  

• Atoms can attract additional e- if there is room for them in the valence energy level and 

the e- are close the nucleus.  

• When an extra e- moves into the valence shell, it can feel the attraction exerted by the 

nuclear charge. This creates a negative ion which has more e-than protons.  What 

happens to radius? 

o Remember in Ch 7.3….Anions are larger in size than their parent atoms because 

they have one or more additional e-, but there is not an additional proton in the 

nucleus to help moderate the size.  
 
 
 
 
 
 
 



 

 

Notice that the trends are not as evident as they are for ionization energy.  

• The halogens, which are one electron shy of a filled p subshell, have the most negative 

electron affinities. By gaining an electron, a halogen atom forms a stable anion that has a 

noble-gas configuration. 

• The addition of an electron to a noble gas, however, requires that the electron reside in a 

higher-energy subshell that is empty in the atom.   
o For example. the extra electron in Ar needs to be placed in the 4s orbital which is 

significantly higher in energy than the 3p orbital.   
o Because occupying a higher-energy subshell is energetically unfavorable, the 

electron affinity is highly positive.  

• The electron affinities of Be and Mg are positive for the same reason; the added electron 

would reside in a previously empty p subshell that is higher in energy. 
 
The electron affinities of the group 5A elements are also interesting. 

• Because these elements have half-filled p subshells, the added electron must be put in an 

orbital that is already occupied, resulting in larger electron–electron repulsions. 

o Consequently, these elements have electron affinities that are either positive (N) 

or less negative than the electron affinities of their neighbors to the left (P, As, 

Sb).  
 
 

Teach students that the increased number of energy levels (n) increases 

the distance over which the nucleus must pull and therefore reduces the 

attraction for electrons.  

Teach students that full energy levels provide some shielding between the 

nucleus and valence electrons.  

Don’t let students use shielding for explanations across a period.  Only full 

energy levels, not full sublevels, are of concern in a shielding argument.  

 

 

For each of the following sets of atoms, decide which has the least tendency to gain e- and 

why.  
1.  C, N, Si, P 

  Si has the least tendency to gain electrons because it has the lowest effective nuclear charge and 
is tied with P for using the most energy levels. N has the greatest tendency to gain e- 
because it has the highest effective nuclear charge and has one less energy level than Si or 
P. 

2.  C, O, Ne 

  Ne has the least tendency to gain electrons because its outer energy level is full and there is no 

room for an additional electron. O has the greatest tendency to gain electrons because it 

has a higher effective nuclear charge than C (and both have the same # of energy levels). 

Examples 
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Overall Summaries of Trends 

 

 

 

 

 

 

 

 

 

 

 

 
 
 
 
 
 
 
 
 

3. MC: The elements in which of the following have most nearly the same atomic radius? 
 

A. Be, B, C, N 

B. Ne, Ar, Kr, Xe 

C. Mg, Ca, Sr, Ba 

D. C, P, Se, I 

E. Cr, Mn, Fe, Co 

 
 
 
 
 
 
 

Examples 



 

4. Using the following elements from the periodic table, select which one that best fits each 
statement: 

 

   Se  Br  Ag  Cs  Pb 

 

1. Has the highest electronegativity _________ 

2. Has the largest atomic radius _______ 

3. Has the lowest first-ionization energy ________ 

 

 

7.6 Metals, Nonmetals and Metalloids 

Read p. 273-277. 

 
The elements can be grouped into 3 categories: metals, nonmetals, and metalloids. 
 

METALS 

• Various colors – most are silvery, gray, or white. 
• Metals are lustrous (shiny), as well as malleable (bendable), ductile (ability to be drawn 

into wires), high densities, and good conductors of heat and electricity.   
• Metals are solids at room temperature and have very high melting temperatures. 

o Exceptions: mercury is liquid at room temperature; gallium and cesium melt just 
above room temperature – can melt in your hand.   

• Metals tend to have low ionization energies and tend to form cations in aqueous solutions 
easily.   

• Metals tend to be oxidized (lose e-)when they react.   
• Compounds of metals with nonmetals tend to be ionic substances (salts).   

 
 

METALLIC CHARACTER refers to the extent to which the element exhibits the physical and  
chemical properties of metals.   
 
Metallic character increases 
DOWN a group. 

 
Metallic character increases from 
right to left across a period. 
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REACTIVITY depends on whether the element reacts by losing electrons (metals) or gaining  
electrons (non-metals).    

• A highly reactive element reacts very easily, maybe even violently, with lots of other 

elements or compounds. 
 
 

METALS REACTIVITY:  

As you move right to left across a period, reactivity increases.  
• The nuclear charge will decrease and the number of energy levels will stay the same. 
• There is a weaker attraction for the e- & the e- are being held less tightly as you go across 

a period (R to L).  
• It becomes less and less difficult to lose e-. 

 
 

As you move down a family of metals, reactivity increases. 
• The nuclear charge increases, but so does the number of energy levels.  

• The more energy levels an atom has, the further the valence e-

 

are away from the nucleus. 

• So, it is easier for the valence e- to be removed.  
 

Examples of reactivity for metals: (Very tricky when reacting with water) 
   
 • Metals form basic solutions when reacting with water: 

Metal  + water→ metal hydroxide + hydrogen gas 
Na(s) + H2O(l) → 2NaOH(aq)  +  H2 (g) 

 
• Most metal oxides are basic: 

Metal oxide + water→ metal hydroxide 
Na2O(s) + H2O(l) → 2NaOH(aq) 

 
 • Metal oxides are able to react with acids to form salts and water:   

Metal oxide + acid → salt + water 
NiO(s) + 2HCl(aq) → NiCl2(aq)  + H2O(l) 

 
 

Teach students that because metals react by losing electrons, a loosely held electron will result 

in a more reactive metal.  This is directly tied to ionization energy.  With an increased number 

of energy levels (n) comes increased distance from the nuclear attraction and thus a more loosely 

held electron available for reacting.  

 

 

Don’t let students simply say that metals are more reactive at the bottom left corner of the table.  

 

 

 

 



 

1. Write the balanced chemical equation for the reaction of scandium oxide with nitric acid. 
(p.276) 

 

 

 

 

 

 

2. Write the balanced chemical equation for the reaction between copper(II) oxide and 
sulfuric acid. (p.276) 

 

 

 

 

 

NONMETALS 

• Nonmetals are more diverse in their behavior than metals. 

• Various colors: sulfur (yellow), phosphorus (white/red), chlorine (yellow-gas), etc. 

• Nonmetals are nonlustrous, are poor conductors of heat and electricity, exhibit lower 

melting points and low densities than metals. 

• Solids are brittle.  
• Nonmetals tend to have high ionization energies. 
• They tend to form anions or oxyanions in aqueous solutions.   
• High negative electron affinities so they tend to be reduced (gain e-) when they react.   

 

Seven nonmetal elements exist as diatomic molecules under ordinary conditions: 

• H2(g), N2(g), O2(g), F2(g), Cl2(g), Br2(l), I2(s) 

 

 
NONMETALLIC CHARACTER:    
 
Nonmetallic character increases UP 
a group. 

 
Nonmetallic character increases 
from left to right across a period. 
 
 

Examples 
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NONMETALS REACTIVITY:  

As you move UP a group, reactivity increases.  
• The number of energy levels decreases, so the e- to be gained are closer to the nucleus 

(there is more attraction).  

 

As you move left to right across a series of nonmetals, reactivity increases. 
• There is a greater nuclear charge, so the e- should be attracted more by elements that are 

further to the right. (Not including the Noble Gases)  

 

Examples of reactivity for nonmetals:  

• When nonmetals react with metals, nonmetals gain electrons and metals lose 

electrons: 

Metal + nonmetal → salt 
2Al(s) + 3Br2(l) → 2AlBr3 (s) 

 
Compounds composed entirely of nonmetals are molecular substances.   
 

• Most nonmetal oxides are acidic: 
Nonmetal oxide + water → WEAK acid 

CO2(g) + H2O(l) → H2CO3(aq) 
P4O10(s) + 6H2O(l) → 4H3PO4(aq) 

 
• Nonmetal oxides react with bases to form salts and water:   

Nonmetal oxide + base → salt + water 
CO2(g) + 2NaOH(aq) → Na2CO3(aq) + H2O(l) 

 
 

Teach students that because nonmetals tend to gain electrons, a strong nuclear attraction will 

result in a more reactive non-metal.  This means that an atom with the highest Zeff  and the least 

number of energy levels should be the most reactive nonmetal (F) because its nucleus exerts the 

strongest pull.  

 

 

Don’t let students simply say that nonmetals are most reactive at the top right corner of the table.  

 

 

3. Write the balanced chemical equation for the reaction of solid selenium dioxide, SeO2(s), with 

water (p. 277) 

 

 

 

 

Examples 



 

METALLOIDS 

Metalloids have properties intermediate between those of metals and those of nonmetals. 

They may have some characteristic metallic properties but lack others.  

• For example, the metalloid silicon looks like a metal, but it is brittle rather than malleable 

and does not conduct heat or electricity nearly as well as metals do.  

 

Compounds of metalloids can have characteristics of the compounds of metals or nonmetals. 

• Several metalloids, most notably silicon, are electrical semiconductors and are the 

principal elements used in integrated circuits and computer chips.  

 

One of the reasons metalloids can be used for integrated circuits is that their electrical 

conductivity is intermediate between that of metals and that of nonmetals.  

• Very pure silicon is an electrical insulator. 

 

 

7.7 Group Trends for the Active Metals 

Read p. 278-282. 

 
The alkali metals (group 1A) and the alkaline earth metals (group 2A) are often called the 

most active metals.   

Group 1A: The Alkali Metals 

• All have 1 valence e-. 
• Very soft shiny gray metals. 
• Not found free in nature (usually formed as salts = ionic compounds). 
• VERY reactive with water and air.  

o They must be stored under kerosene or oil to keep them from reacting with the 
humidity and oxygen in the air (forming metal oxide) 

 
• Most reactive metals on the periodic table 

o Reactivity increases as you move down the Periodic Table.  
o Fr is most reactive & its radioactive. 

 
• Their chemistry is dominated by the loss of their single s electron: 

M → M+ + e– 
 

• Alkali metals react with hydrogen to form hydrides.   
o In hydrides, the hydrogen is present as H–, called the hydride ion (H- ).   

2M(s) + H2(g) → 2MH(s) 
 

• Alkali metals react with water to form MOH and hydrogen gas: 

2M(s) + 2H2O(l) → 2MOH(aq) + H2(g) 
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Alkali metals produce different oxides when reacting with O2: 
o 4Li(s) + O2(g) → 2Li2O(s) (oxide) 
o 2Na(s) + O2 (g) → Na2O2(s) (peroxide) 

 
Alkali metals emit distinctive colors when placed in a high-temperature flame. 

• The s electron is excited by the flame and emits energy when it returns to the ground 
state. 

o The Na line occurs at 589 nm (yellow), 
o The Li, Sr, Ca line is crimson red. 
o The K line is lilac. 
o The Ba line is green. 

 

1. Write a balanced equation for the reaction of cesium metal with (a) Cl2(g), (b) H2O(l), (c) 
H2(g). (p. 280) 

 

 

 

 

 

 

 

 

 

 

2. Write a balanced equation for the reaction between potassium metal and elemental sulfur. 
(p.280) 

 

 

 

 

 

Examples 



 

Group 2A: The Alkaline Earth Metals 

• 2 valence e- 
• Slightly soft solid gray metals.  
• Conduct heat and electricity. 
• More reactive as you go down family.  

• Some react with water - produce metal hydroxide & H
2
 gas.  

o React less violently with water & air than Group 1. 
o Be does not react with water.   
o Mg will only react with steam.   

 
 

• Show a distinctive color when their compounds burn in a flame (Mg- bright white, Sr – 
red,  Ba –yellow/green, Ca – red/orange). 

• Ra is radioactive 
 

• Their chemistry is dominated by the loss of two s electrons: 

M → M2+ + 2e– 

 

3. Write a balanced equation for the reaction of magnesium metal with (a) Cl2(g), (b) O2(g), 
(c) H2(g). (p. 282) 

 

 

 

 

 

 

 

 

 

4. Write a balanced equation for the reaction between calcium metal and water. (p.282) 

 

 

Examples 
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7.8 Group Trends for Selected Nonmetals 

Read p. 282-287. 

Hydrogen 
• Even though Hydrogen is in Group 1, it does not belong to that Group. 
• So why is it at the top of Group 1? 

o Lightest element, has only 1 proton (PT is organized by atomic #), and has 1 
valence electron like all elements in Group 1. 

• Hydrogen is a nonmetal!!! 
• It’s a diatomic, colorless reactive gas, H2. 

 
Reactions between hydrogen and nonmetals can be very exothermic: 

2H2(g) + 2O2(g) → 2H2O(l)       ∆Ho = –571.7 kJ 
 
It can either gain another electron to form the hydride ion, (H–), or lose its electron to become 
the hydrogen ion, (H+): 

2Na(s) + H2(g) → 2NaH(s) 
 

• H+ is also called a proton (it lost its only electron). 

 

Group 6A: The Oxygen Group  (Chalogens)
 

• 6 valence e- 

• Oxygen is the 3
rd

 most abundant element in the world. 
• Oxygen doesn’t burn, but it supports the process of combustion. 
• There are two oxidation states for oxygen: –2 (e.g., H2O) and –1 (e.g., H2O2). 

 
As we move down the group the metallic character increases.  

• O2 is a nonmetal gas, S is a nonmetal solid, Te is a metalloid, Po is a metal. 

 
There are two important forms of oxygen: O2 and ozone, O3.   

• O2 and O3 are allotropes. 
o Allotropes are different forms of the same element in the same state (in this 

case, gaseous).   
o Ozone can be prepared from oxygen: 

3O2(g) → 2O3(g) ∆Ho = +284.6 kJ 
o Ozone is pungent and toxic. 

  
 
Sulfur is another important member of this group. 
 • The most common form of sulfur is yellow S8. 
 • Sulfur tends to form S2– in compounds (sulfides). 

 

 

 

 



 

Group 7A: The Halogens
 

 
• 7 valence e- 
• Very reactive, diatomic, nonmetals 
• Halogen means “salt former”. 
• Always combined with other elements in nature . 
• Reactivity decreases down the group as the size of the halogen increases. 
• The only group on the P.T. with elements that exist at room temp. in all 3 

states of matter!  
• Gas- F

2
, Cl

2
 

• Liquid- Br
2
  

• Solid- I
2
, At 

 
• The chemistry of the halogens is dominated by gaining an electron to form an anions 

called halides: 

X2 + 2e–  → 2X– 
• Fluorine is one of the most reactive substances known:  

2F2(g) + 2H2O(l) → 4HF(aq) + O2(g)  ∆H = –758.9 kJ 
 

• Chlorine is the most industrially useful halogen.   
• The reaction between chorine and water produces hypochlorous acid (HOCl), which is 

used to disinfect swimming pool water:  
Cl2(g) + H2O(l) → HCl(aq) + HOCl(aq) 

• Halogens react with hydrogen to form gaseous hydrogen halide compounds: 
H2(g) + X2 → 2HX(g) 

• Hydrogen compounds of the halogens are all strong acids with the exception of HF. 

 

Group 8A: The Noble Gases 

• Also called “Inert gases” – means unreactive. 
• VERY unreactive, monatomic gases 
• 8 valence e- = filled valence shell (they have completely filled s and p subshells). 
• Don’t form natural compounds!!!  

o Don’t gain or lose e- for bonding. 
 • They are notoriously unreactive because  

• In 1962 the first compounds of the noble gases were prepared: XeF2, XeF4, and XeF6. 
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IN CONCLUSION:  ALL PERIODIC TRENDS 
 
 
 
 

 

 
 
 
 
 
 
 
 
 
 

 
 
 
 
 
 

IE/ EN/EA 
Increasing Zeff   

IE/ EN/EA 

AR/IR  
Metallic character 

AR/IR  
Metallic  
character 



 

AP Chemistry: 2.1-2.4 Chemical Bonds, Intramolecular Force, and Structure of Solids 
WATCH THIS VIDEO BY MICHAEL FARABAUGH TO ASSIST IN THIS QUESTIONS 

Answer at beginning of Video Unit 2.5-2.7 
 
2.  Answer the following questions related to Mg and Sr. 
 

(a) Write the complete ground state electron configuration for the ions Mg2+ and Sr2+. 

 
 
 
 
 
 
 
 
 

 
 

(b) Do you predict that the ionic radius of Sr2+ is larger or smaller in size than the ionic 

radius of Mg2+?  Justify your answer in terms of atomic structure and the electron 

configuration of each ion. 

 
 
 
 
 
 
 
 
 
 
 
 
 

(c) The lattice energy of MgCl2(s) is equal to 2300 kJ/mol. Do you predict that the lattice 

energy of SrCl2 should be less than or greater than 2300 kJ/mol?  Justify your answer in 

terms of Coulomb’s law. 

 

 

 

 

 

 

https://www.youtube.com/watch?v=BcRVEB_6PV0&list=PLoGgviqq4845Sy3UfnNh_PljzAptMR7MQ&index=3
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Answers: See AP CHEMISTRY you tube Unit 2.1-2.4 (beginning) 

WATCH THIS VIDEO BY MICHAEL FARABAUGH TO ASSIST IN THIS QUESTIONS 
 
2018 AP Exam 
 
3. Answer the following questions related to Fe and its ions, Fe2+ and Fe3+. 
 

(a) Write the ground-state electron configuration of the Fe2+ ion. 

 
 
 
 
 
 

Ion Ionic Radius (pm) 

Fe2+ 92 

Fe3+ 79 

 

(b) The radii of the ions are given in the table above.  Using the principles of atomic 

structure, explain why the radius of the Fe2+ ion is larger than the radius of the Fe3+ ion. 

 
 
 
 
 
 
 
 
 
 
 
 
 
 

(c) Fe3+ ions interact more strongly with water molecules in aqueous solution than Fe2+ ions 

do.  Give one reason for this stronger attraction, and justify your answer using Coulomb’s 

law. 

 
 
 
 
 

https://www.youtube.com/watch?v=BcRVEB_6PV0&list=PLoGgviqq4845Sy3UfnNh_PljzAptMR7MQ&index=3

