
Periodic Trends 

Elemental Properties and Patterns 



Dimitri Mendeleev 

•  Father	  of	  Periodic	  Table	  
•  arranged	  the	  elements	  into	  rows	  in	  order	  of	  
increasing	  mass	  	  
•  elements	  with	  similar	  proper8es	  =	  same	  column	  
•  Be<er	  able	  to	  explain	  PT’s	  usefulness	  
•  Grouped	  elements	  based	  on	  repea8ng	  proper8es	  	  

•  Te[127.60]	  and	  I[126.90]	  (mass	  #-‐out	  of	  place)	  
•  Broke	  rule	  

•  INCOMPLETE	  table;	  many	  undiscovered	  elements	  



Dimitri Mendeleev 
•  Dimitri Mendeleev - first to publish an 

organized periodic table of the known 
elements. 

•  Mendeleev went out on a limb and 
predicted the properties of 2 undiscovered 
elements. 

•  He was very accurate in his predictions, 
which led the world to accept his ideas 
about periodicity and a logical periodic 
table. 



Mendeleev’s PT 



The Periodic Law 

•  Henry Mosely later made a slight alteration 
to the periodic table.  
•  Arranged it by increasing atomic number 

•  Periodic Law: When arranged by increasing 
atomic number, the chemical elements 
display a regular and repeating pattern of 
chemical and physical properties. 



Henry	  Mosely	  

• Determined	  an	  atomic	  number	  for	  each	  
known	  element	  
• Te[52]	  and	  I	  [53]	  



The Periodic Law says: 
• Horizontal rows = periods 

• There are 7 periods 
• Energy Levels 

• Vertical column = group (or family) 
• Similar physical & chemical prop. 
• Valence e- 

 





The Periodic Law 
•  Periods:	  ROW	  in	  periodic	  table	  	  
• Groups:	  COLUMN	  on	  periodic	  table 

•  Atoms with similar properties appear in 
groups or families (vertical columns) on the 
periodic table when atomic number is used 
to organize the periodic table. 

•  They are similar because they all have the 
same number of valence (outer shell) 
electrons, which governs their chemical 
behavior. 



Valence Electrons 

•  Valence electrons are found in the S and P 
orbitals 

•  How many valence electrons will the atoms 
in the d-block (transition metals) and the f-
block (inner transition metals) have? 

•  Most have 2 valence e-, some only have 1. 



Types of Grouping 

•  Besides the 4 blocks of the table, there is 
another way of classifying element: 

•  Metals 
•  Nonmetals 
•  Metalloids or Semi-metals. 
•  The following slide shows where each group 

is found. 



Metals, Nonmetals, Metalloids 



Metals, Nonmetals, Metalloids 

•  There is a zig-zag or 
staircase line that 
divides the table. 

•  Metals are on the left 
of the line, in blue. 

•  Nonmetals are on the 
right of the line, in 
orange. 



Metals, Nonmetals, Metalloids 

•  Elements that border 
the stair case, shown in 
purple are the 
metalloids or semi-
metals. 

•  There is one important 
exception. 

•  Aluminum is more 
metallic than not. 



1. Metals 

•  Form	  (+)	  Ions	  	  :	  AKA:	  CATIONS	  
1)  Alkali	  Metals:	  1A	  

2)  Alkali	  Earth	  Metals:	  2A	  

3)  Transi8on	  metals	  :	  characterized	  by	  “d”	  orbitals	  
	  form	  compounds	  with	  dis8nc8ve	  colors	  

4)  Other	  Metals:	  leg	  of	  metalloids	  and	  right	  of	  
metals	  

	  

5)  Inner	  Transi8on	  Metals:	  	  characterized	  by	  “f”	  
orbitals	  



Properties of Metals 



Metals - Properties 

•  Lustrous 
•  Malleable 
•  Ductile 
•  Good Conductors 
•  They are mostly solids 

at room temp. 
•  One exception: Hg 

•  Liquid 

•  Lose electrons easily 



Alkali	  Metals	  (1A)	  –plant	  ash	  
	  • Group	  1A	  

• Highly	  Reac8ve	  (1	  valence	  e-‐)	  
•  Very	  Reac8ve	  with	  water	  
•  Lowest	  density	  metals	  (sog)	  
• Neutralize	  acids	  
• Melt	  at	  low	  temperatures	  
•  Large	  atomic	  radii	  
•  Low	  ioniza8on	  energy	  	  
•  Low	  electronega8vity	  
•  Form	  Ca8ons	  (1+)	  
•  React	  Readily	  with	  nonmetals	  (Halogens)	  



Alkaline	  Earth	  Metal(2A)	  
•  Lower	  Reac8vity	  than	  group	  1A	  
•  2	  valence	  electrons	  
•  Form	  ca8ons	  (2+)	  	  
•  Low	  Electronega8vity	  
•  Large	  atomic	  radii	  
• Higher	  Mel8ng	  point	  than	  1A	  
•  Present	  in	  earth’s	  crust 	   	  	  
• Not	  found	  freely	  in	  nature	  
•  Soger	  than	  the	  transi8on	  metals	  
•  Yield	  alkaline	  solu8ons	  when	  dissolved	  in	  water	  



Transi8on	  Metals	  (groups	  3-‐12)	  
•  Very	  hard	  	  
•  Lustrous	  
•  High	  MP	  and	  BP	  
•  All	  are	  solid	  except	  Hg	  
• Malleable	  &	  Duc8le	  
•  Lowest	  reac8vity	  of	  all	  
metals	  

•  Low	  ioniza8on	  energies	  	  
•  Form	  CATIONS	  

•  High	  electrical	  
conduc8vity	  	  	  
• Due	  to	  loosely	  bound	  
d-‐orbital	  electrons	  

•  Five	  d	  orbitals	  become	  
more	  filled,	  from	  leg	  to	  
right	  on	  periodic	  table	  	  

•  Form	  2+	  ca8ons	  
(usually)	  



Transi8on	  Metals	  

•  Form	  diverse	  colors	  



Inner	  Transi8on	  Metals	  
•  Silver,	  silvery-‐white,	  or	  gray	  metals.	  
• High	  Luster;	  but	  tarnish	  readily	  in	  air.	  	  
• High	  Conduc8vity	  	  
• Ogen	  found	  with	  non-‐metals	  -‐	  usually	  in	  the	  3+	  
oxida8on	  state.	  	  

•  Lanthanide	  
• Rela8vely	  sog,	  High	  MP,	  very	  reac8ve,	  Lasers	  

• Ac8nide	  
• Very	  dense,	  radioac8ve,	  very	  reac8ve	  



2.	  Nonmetals	  
•  Form	  (-‐)	  Ions:	  AKA:	  Anions	  
• Halogens:	  7A	  

• Noble	  Gases:	  8A	  



NonMetal Properties 



Nonmetals - Properties 

•  Dull 
•  Brittle if solid 
•  Insulators 

(nonconductors) 
•  Most are gas at room 

temp 
•  Bromine is a liquid. 
•  Gain electrons easily 



Halogens	  (7A)	  
•  Salt-‐formers	  (Greek)	  
• Highly	  reac8ve	  -‐	  especially	  with	  alkali	  
metals(1A)	  	  
• Seven	  valence	  electrons	  
• Diatomic	  molecules	  when	  alone	  (F2	  or	  Cl2)	  

• HIGH	  electronega8vi8es	  
•  Small	  Atomic	  Radii	  	  
• Group	  7A	  
•  Form	  (1-‐)	  Anion	  
•  Form	  ionic	  crystals	  



Noble	  Gases	  (8A)	  	  	  	  	  	  	  
•  Full	  outer	  electron	  shell	  

• Fairly	  Nonreac8ve	  	  
• Kr,	  Xe,	  RN	  react	  with	  Fl	  

• Complete	  valence	  shell	  (s2p6)	  
• High	  ioniza8on	  energies	  	  
• Very	  low	  electronega8vi8es	  
•  Small	  Atomic	  Radii	  	  
•  Low	  boiling	  points	  

• All	  GAS	  at	  room	  temp	  



3.Metalloids	  
•  AKA: Semimetals 
•  Shiny but brittle 
•  Ability to conduct electric increases as temp 

increases 
•  Behave like metal/nonmetal depending on 

conditions. 
•  Silicon: poor conductor like most nonmetals 
•  Mix Silicon with boron, great conductor like most 

metals. 



Important Groups- family names 
•  Group IA – Alkali metals 

•  Forms a “base” (or alkali) when reacting with 
water  (not just dissolved!) 

•  Group 2A – Alkaline earth metals 
•  Also form bases with water; do not dissolve well, 

hence “earth metals” 

•  Group 7A – Halogens 
•  Means “salt-forming” 

•  Group 8A– Nobel Gases 
•  Stable – full valence 



Electron Configurations in Groups 
•  Elements can be sorted into 4 

different groupings based on their 
electron configurations: 

1)  Noble gases 
2)  Representative elements 

3)  Transition metals 
4)  Inner transition metals 

Let’s 
now 
take a 
closer 
look at 
these. 



Electron Configurations in Groups 
1)  Noble gases are the elements in 

Group 8A  (also called Group18 or 0) 

•  Previously called “inert gases” 
because they rarely take part in a 
reaction; very stable = don’t react 

•  Noble gases have an electron 
configuration that has the outer s and 
p sublevels completely full 



Electron Configurations in Groups 
2)  Representative Elements are in 

Groups 1A through 7A 
•  Display wide range of properties, 

thus a good “representative”  
•  Some are metals, or nonmetals, or 

metalloids; some are solid, others are 
gases or liquids 

•  Their outer s and p electron 
configurations are NOT filled 



Electron Configurations in Groups 
3)  Transition metals are in the “B” 

columns of the periodic table 
•  Electron configuration has the outer s 

sublevel full, and is now filling the “d” 
sublevel 

•  A “transition” between the metal 
area and the nonmetal area 

•  Examples are gold, copper, silver 



Transition Metals - d block 

d1 d2 d3 
s1 
d5 d5 d6 d7 d8 

s1 
d10 d10 

Note the change in configuration. 



Electron Configurations in Groups 
4)  Inner Transition Metals are located 

below the main body of the table, 
in two horizontal rows 

•  Electron configuration has the outer s 
sublevel full, and is now filling the “f” 
sublevel 

•  Formerly called “rare-earth” 
elements, but this is not true because 
some are very abundant 



1A 

2A 3A 4A 5A 6A 7A 

8A 
•  Elements in the 1A-7A groups are 

called the representative elements 
   outer s or p filling 



The group B are called the 
transition elements 

◆ These are called the inner 
transition elements, and they 
belong here 



Group 1A are the alkali metals (but NOT H) 

    Group 2A are the alkaline earth metals 
H



•  Group 8A are the noble gases 
•  Group 7A is called the halogens 



Periodic Trends 

•  Trends predict atomic characteristics 
•  The first and most important is atomic radius. 
•  Radius is the distance from the center of the 

nucleus to the “edge” of the electron cloud. 



Atomic Radius 

•  Since a cloud’s edge is difficult to define, 
scientists use covalent radius, or half the 
distance between the nuclei of 2 bonded 
atoms. 

•  Atomic radii are usually measured in 
picometers (pm) or angstroms (Å).  An 
angstrom is 1 x 10-10 m. 



Atomic Size 

• Measure the Atomic Radius - this is half the distance 
between the two nuclei of a diatomic molecule. 

} 
Radius 



Covalent Radius 

•  Two Br atoms bonded together are 2.86 
angstroms apart.  So, the radius of each 
atom is 1.43 Å. 

 
2.86 Å 

1.43 Å 1.43 Å 



Atomic Radius 

•  The trend for atomic radius in a vertical 
column is to go from smaller at the top to 
larger at the bottom of the family. 

 
•  With each step down the family, we add an 

entirely new PEL to the electron cloud, 
making the atoms larger with each step. 



Atomic Radius 

•  The trend across a horizontal period is less 
obvious. 

•  Each step adds a proton and an electron 
(and 1 or 2 neutrons). 

•  Electrons are added to existing PELs or 
sublevels. 



Atomic Radius 

•  The effect is that the more positive nucleus 
has a greater pull on the electron cloud. 

•  The nucleus is more positive and the electron 
cloud is more negative. 

•  The increased attraction pulls the cloud in, 
making atoms smaller as we move from left 
to right across a period. 



ALL Periodic Table Trends  
•  Influenced by three factors: 
 1. Energy Level 
• Higher energy levels are further away 

from the nucleus. 
 2. Charge on nucleus (# protons) 
• More charge pulls electrons in closer. 

(+ and – attract each other) 
•  3. Shielding effect (blocking effect?) 



 #1.  Atomic Size - Group trends 
•  As we increase the 

atomic number 

•  each atom has 
another energy 
level 

•  so the atoms get 

bigger. 

H 
Li 

Na 

K 

Rb 



#1. Atomic Size - Period Trends 
•  Going from left to right across a period, the size 

gets smaller. 
•  Electrons are in the  same energy level. 
•  But, there is more nuclear charge. 
•  Outermost electrons are pulled closer. 

Na Mg Al Si P S Cl Ar 





Nuclear Charge 

•  What keeps electrons from simply flying off 
into space? 

•  Effective nuclear charge is the pull that an 
electron “feels” from the nucleus. 

•  The closer an electron is to the nucleus, the 
more pull it feels. 

•  As effective nuclear charge increases, the 
electron cloud is pulled in tighter. 



Atomic Radius 

•  The overall trend in atomic radius looks like 
this. 



Atomic Radius 

•  On your help sheet, draw arrows like this: 
 



Shielding 

•  As more PELs are added to atoms, the inner 
layers of electrons shield the outer electrons 
from the nucleus. 

•  The effective nuclear charge (enc) on those 
outer electrons is less, and so the outer 
electrons are less tightly held. 



Shielding 
•  The electron on the 

outermost energy level 
has to look through all 
the other energy levels to 
see the nucleus. 

•  Second electron has 
same shielding, if it is in 
the same period 



Ionization Energy 
•  This is the second important periodic trend. 
•  If an electron is given enough energy (in the 

form of a photon) to overcome the effective 
nuclear charge holding the electron in the 
cloud, it can leave the atom completely. 

•  The atom has been “ionized” or charged. 
•  The number of protons and electrons is no 

longer equal. 



Ionization Energy 
•  The energy required to remove an electron 

from an atom is ionization energy. (measured 
in kilojoules, kJ) 

•  The larger the atom is, the easier its electrons 
are to remove. 

•  Ionization energy and atomic radius are 
inversely proportional. 

•  Ionization energy is always endothermic, that is 
energy is added to the atom to remove the 
electron. 



Ionic size: Anions 
•  Anions  
•  Gain electrons. 

•  Anions are bigger than the atom they 
came from  

•  Form anions. 
•  Attain the noble gas configuration after 

them. 



Configuration of Ions 

• Non-metals  
• gain electrons - achieve noble 
gas configuration. 

• Attain configuration of the noble 
gas after them. 



Ionization Energy 



Ionization Energy (Potential) 

•  Draw arrows on your help sheet like this: 
 



Electron Affinity 

•  What does the word ‘affinity’ mean? 
•  Electron affinity is the energy change that 

occurs when an atom gains an electron (also 
measured in kJ). 

•  Where ionization energy is always 
endothermic, electron affinity is usually 
exothermic, but not always. 



Electron Affinity 

•  Electron affinity is exothermic if there is an 
empty or partially empty orbital for an 
electron to occupy. 

•  If there are no empty spaces, a new orbital 
or PEL must be created, making the process 
endothermic. 

•  This is true for the alkaline earth metals and 
the noble gases. 



Electron Affinity 

•  Your help sheet should look like this: 
 

+ 
+



Metallic Character 

•  This is simple a relative measure of how 
easily atoms lose or give up electrons. 

•  Your help sheet should look like this: 
 



Electronegativity 
•  Electronegativity is a measure of an atom’s 

attraction for another atom’s electrons. 
•  It is an arbitrary scale that ranges from 0 to 4. 
•  The units of electronegativity are Paulings. 
•  Generally, metals are electron givers and 

have low electronegativities. 
•  Nonmetals are are electron takers and have 

high electronegativities.   
•  What about the noble gases? 



Electronegativity 

•  Your help sheet should look like this: 

0 



Overall Reactivity 

•  This ties all the previous trends together in 
one package. 

•  However, we must treat metals and 
nonmetals separately. 

•  The most reactive metals are the largest 
since they are the best electron givers. 

•  The most reactive nonmetals are the smallest 
ones, the best electron takers. 



The Octet Rule 
•  The “goal” of most atoms (except H, Li and 

Be) is to have an octet or group of 8 
electrons in their valence energy level. 

•  They may accomplish this by either giving 
electrons away or taking them. 

•  Metals generally give electrons, nonmetals 
take them from other atoms. 

•  Atoms that have gained or lost electrons are 
called ions. 



Summary 
Shielding is constant 
Atomic Radius decreases 
Ionization energy increases 
Electronegativity increases 
Nuclear charge increases 
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Ions 

•  When an atom gains an electron, it becomes 
negatively charged (more electrons than 
protons ) and is called an anion. 

•  In the same way that nonmetal atoms can 
gain electrons, metal atoms can lose 
electrons. 

•  They become positively charged cations. 



Ions 

•  Here is a simple way to remember which is 
the cation and which the anion: 

This is a cat-ion. This is Ann Ion.   

He’s a “plussy” cat! She’s unhappy and 
negative. 

+     + 



Ionic Radius 

•  Cations are always smaller than the original 
atom. 

•  The entire outer PEL is removed during 
ionization. 

•  Conversely, anions are always larger than 
the original atom. 

•  Electrons are added to the outer PEL. 



Cation Formation 

11p+ 

Na atom 

1 valence electron 

Valence e- 
lost in ion 
formation 

Effective nuclear 
charge on remaining 
electrons increases. 

Remaining e- are 
pulled in closer to 
the nucleus.  Ionic 
size decreases. 

Result: a smaller 
sodium cation, Na+ 



Anion Formation 

17p+ 

Chlorine 
atom with 7 
valence e- 

One e- is added 
to the outer 
shell. 

Effective nuclear charge is 
reduced and the e- cloud 
expands. 

A chloride ion is 
produced.  It is 
larger than the 
original atom. 


